Solubility prediction based on a minimum number of experiments has not been comprehensively considered in the pharmaceutical literature. Predictions using a few experimental data can be employed in drug liquid formulations and preformulation studies of a new drug/drug candidate where only a small quantity of the drug is available. This is important in pharmaceutics because it reduces the number of required experiments that are often expensive and time consuming. A number of papers have been published in the past two decades regarding mathematical modelling of drug solubility in binary solvents at a single temperature. [1] [2] [3] [4] [5] [6] [7] [8] [9] However, the works dealing with solubility in mixed solvents at different temperatures and solubility prediction based on a minimum number of experiments are scarce. In this work, an extension of the excess free energy approach presented by Williams and Amidon 3) to correlate/predict solubility in binary solvents at different temperatures is proposed. Binary solvent systems are employed in drug formulation of water poorly soluble drugs, liquid-liquid extraction and re-crystallisation of drugs. The solubilities determined between of 20-40°C are of particular interest because this range includes the physiological temperature and temperature variations that may occur during storage.
The accuracy and prediction capability of the proposed model are critically examined using the experimental solubilities of oxolinic acid (5-ethyl-5,8-dihydro-8-oxo-1,3-dioxo-[4,5-g]-quinoline-7-carboxylic acid) and published data in binary solvents at different temperatures. Oxolinic acid is an effective chemotherapeutic agent in the treatment of acute and recurrent urinary tract infections. This drug is structurally related to nalidixic acid, having a similar antibacterial spectrum and mechanism of action.
Theoretical
Williams and Amidon 3) derived relationships between solute activity coefficient, solute's Henry law constants in pure solvents, and solute free cosolvent and water volume fractions at a constant temperature. These models were used to predict solubility in binary solvents by employing the Wohl method.
3) The three-suffix equation for a binary solvent system is: (1) where x m , x 1 and x 2 are the solubility mole fraction of the solute in the mixture and in the pure solvents 1 and 2, f 1 and f 2 are the solute free volume fractions of solvents 1 and 2, A 1-2 and A 2-1 stand for solvent-cosolvent interaction terms calculated from vapour-liquid equilibrium data, V s , V 1 and V 2 are the molar volumes of the solute and solvents 1 and 2, respectively, and C s is the solute-solvent interaction term. From a theoretical point of view, C s is the only unknown constant. The C s value can be calculated from one solubility measurement in a binary solvent mixture, or it can be estimated from a least square method setting the intercept equal to zero 3) : (2) In another paper, Williams and Amidon 10) suggested a single point estimation of the C s term. In waterϩethanol mixtures, the values used for the solvent-cosolvent interaction terms were A 1-2 ϭ1.2160 and A 2-1 ϭ0.9093. An important goal in mathematical modelling is to provide accurate quantitative relationships for correlating/predicting the experimental data points. The fitness (correlation) ability of a model can be used to identify outliers in order to re-determinate experimental data. The capability to provide accurate predictions distinguishes the good from the poor models. As shown in a recent work, 11) the numerical methods proposed by Williams and Amidon produced relatively high prediction errors. In order to provide more accurate predictions, and since the terms A 1-2 , A 2-1 , V s , V 1 , V 2 and C s are constant for a solute in a given binary solvent, it is possible to rewrite Eq. 1 as: (3) or ln x m ϭf 1 ln
where M 1 and M 2 are the model constants that can be computed by regressing ln x m Ϫf 1 ln x 1 Ϫf 2 ln x 2 against f 1 f 2 and f 1 2 f 2 using a no intercept least squares method. In the original derivation of Eq. 3, 12) the excess free energy term, g E , was divided by RT where R is the gas constant. At constant temperature, RT may be included into the constants of the model. For different temperatures, Eq. 5 can be derived where R is included into the J 1 and J 2 terms. (5) where x m,T , x 1,T and x 2,T are the solute solubility in the binary mixture, the pure solvents 1 and 2 at temperature T, respectively and J 1 and J 2 are the constants of the model. Equation 5 is also derivable from a previously published model based on the combined nearly ideal binary solvent/Redlich-Kister model.
13) It should be noted that the model assumes a constant contribution from the solid phase, that is, the solvent mixtures do not induce significant solid phase changes (polymorphism or solvates). Therefore, the solid phase contribution is included as a constant value into the regression coefficients.
The correlation/prediction capability of the models is evaluated by the average relative error (ARE): (6) where N is the number of data points obtained in each set which equals the number of different cosolvent ratios and temperatures used.
Experimental
Oxolinic acid was purchased from Sigma. The purity of the lot employed in this work (20H0315) was Ͼ99%. The solvents used were ethanol and ethyl acetate (spectrophotometric and analytical grade, respectively, Panreac, Monplet and Esteban, Barcelona, Spain) and double distilled water.
An excess amount of oxolinic acid was added to sealed flasks containing the pure solvents and solvent mixtures and shaken at four temperatures (20-40°C) in a temperature-controlled bath (Ϯ0.1°C, Heto SH 02/100). The binary mixtures were prepared by volume. When the saturation concentration was attained, the solid phase was removed by filtration (Durapore membranes, 0.2 mm pore size). The drug did not significantly adsorb onto the membranes as shown from the similar results obtained in preliminary experiments (centrifugation and filtration). For example, the solubility in water at 25°C was 29.50Ϯ0.11 mg/ml (centrifugation) and 29.20Ϯ0.10 mg/ml (filtration). The solubilities in ethanol at 25°C were 71.86Ϯ0.58 mg/ml (centrifugation) and 71.56Ϯ0.25 mg/ml (filtration). The clear solutions were diluted with ethanol 96% volume and assayed in a double beam spectrophotometer. The calibration line was obtained by preparing in triplicate with 14 concentrations ranging from 1 to 5.6 mg/ml and measuring the absorbance at the wavelength of maximum absorption, 260 nm. (10, 20, 25 , 30 mg/ml) were assayed at different days. Three dilutions were prepared in triplicate from these initial concentrations to obtain 2, 3 and 4 mg/ml (a total of 12 samples). The absorbance readings of these samples were converted into concentrations using the equation above. The coefficients of variation among replicated samples range between 0.06-2% and the differences between the known and the measured concentrations were less than 2% except for one case (2.7% error). The densities of the solutions were determined at each temperature in 10-ml pycnometers to convert molarity units into mole fraction units.
Differential scanning calorimetry (Mettler TA 4000) was performed on the solid phase before and after equilibration with the solvent mixtures at heating rates of 2°C/min, 5°C/min and 10°C/min.
Results and Discussion
The onset melting temperature of oxolinic acid is 314 (Ϯ0.1)°C at 2°C/min and 5°C/min and 314.4 (Ϯ0.1)°C at 10°C/min. These values agree with literature results (314°C at 10°C/min. 14) ). The molar heat of fusion only varies 1.6-3% with the heating rate (2°C/min, DH F ϭ42172 (Ϯ172) J/mol; at 5°C/min, DH F ϭ43594 (Ϯ178) J/mol; at 10°C/min, DH F ϭ42953 (Ϯ90.2) J/mol). It should be noted that decomposition starts during melting and an accurate determination of the heat of fusion is not possible, a fact that was also reported.
14) The differential scanning calorimetry (DSC) curves after equilibration with the saturated solutions do not show new thermal effects that could indicate solid-phase changes. To save journal space, the curves are not included.
The mole fraction solubilities of oxolinic acid in the solvent mixtures studied at 20, 25, 30, 35 and 40°C are listed in Table 1 along with the coefficient of variation, CVϭ (S.D./mean)ϫ100, of the replicated measurements to show the precision of the data. Among the 95 mean solubility values listed, 84 cases have CV values less than 1% and the remaining 11 solubilities have CV values between 1-2.5%, that is, very close to 1%. In our knowledge, the literature does not report any solubility data for oxolinic acid in solvent mixtures. The only value reported is the solubility in water at 20°C (10Ϯ0.5 mg/ml). 14) We obtain 12Ϯ0.09 mg/ml at the same temperature. Figure 1 shows the experimental and predicted mole fraction solubilities for oxolinic acid versus solvent's solubility parameter at different temperatures.
The mixtures studied contain a common cosolvent (ethanol) and the polarity of the medium ranges from ). The solubility of oxolinic acid in the pure solvents decreases from ethyl acetate (hydrogen bond acceptor)Ͼethanol (amphiprotic)Ͼwater (amphiprotic). Although these cosolvents are able to hydrogen bond with oxolinic acid, the solubility is low due to the high melting tem-
perature of the solute. The less ordered structure of the nonaqueous mixture may also explain the larger solubilities obtained for oxolinic acid in ethanol-ethyl acetate. Addition of ethanol to water enhances the solubility of the solute to a maximum (80% ethanol-in water,
). Ionization also contributes to the aqueous solubility of oxolinic acid. The total solubility of oxolinic acid is the sum of the intrinsic solubility of the non-ionized species and the concentration of the ionized species. As ethanol is added to water, the effect of ionization is expected to decrease. The overall solubility increase suggests a dominant contribution from the enhanced intrinsic solubility of the non-ionized species. The solubility maximum is not related to solid phase changes and it may be related to an optimal polarity value for the solute-solvent interactions. The nature of the cosolvent added to ethanol (water, electron donor/acceptor or ethyl acetate, electron donor) also plays an important role, in addition to polarity. Thus a higher solubility maximum is obtained in the ). Sulphonamides and paracetamol also show two solubility peaks at the same polarity range, one in each solvent mixture, 7, 15, 16) whereas mefenamic acid displays a single maximum in the less polar mixture (ethanol-ethyl acetate). 17) Although oxolinic acid has polar groups and consequently it forms non-ideal solutions, the van't Hoff plots of the logarithm of the mole fraction solubility against the reciprocal of temperature are linear (r 2 Ն0.99) for both mixtures at all cosolvent ratios, as shown in Fig. 2 for the pure solvents. Linear relationships are often observed for sparingly soluble drugs at the temperature range used in this study. This can be interpreted as a local linearity from a more general non-linear function. As the temperature range spans, it is expected to observe curved rather than linear relationships. 18) However, from a practical point of view, the linear behaviour commonly observed allows to interpolate the results to pre- 21) dict solubility at the temperature range which is more relevant for pharmaceutical purposes.
The experimental solubilities were fitted to Eq. 5 and x m,T was back calculated by the trained model. The ARE value obtained from these calculations employing the whole data set in waterϩethanol and ethanolϩethyl acetate were 12 and 2%. This analysis (fitting whole data points in each set and back-calculating solubility values) shows the correlation ability of the proposed model. As mentioned above, this numerical method could be employed to detect possible outliers where re-determination is required.
To further investigate the accuracy of the proposed model to correlate experimental solubilities, published solubility data sets in binary solvent mixtures at different temperatures were collected from the literature. The results (Table 2) are less accurate than those obtained with a previously published model. 13) However, Eq. 5 employs less curve-fitting parameters and it is obvious that the larger the number of curve-fitting parameters, the more accurate the result is likely to be. The disadvantage for employing more curve-fitting parameters is that the model needs more experimental data whose collection is costly and time consuming. This is an important factor to be considered in pharmaceutical industry where often a limited amount of a new drug candidate is available. Using the same number of curve-fit parameters, it is expected that Eq. 5 would produce the same accuracy as the proposed equation, 13) because from a mathematical point of view the published model and Eq. 5 can be made equivalent by simple algebraic manipulations.
Equation 5 was also tested by calculating the model constants with a smaller number of experimental data, i.e. 8 values, using f 1 ϭ0, 0.3, 0.6 (or 0.7) and 1 at 20 and 40°C. The solubility at the remaining f 1 and T values were predicted from the x 1,T and x 2,T values and the trained model. The ARE value for oxolinic acid in waterϩethanol and ethanolϩethyl acetate mixtures were 14 and 2% (the number of predicted data points is N-14). There is no difference between ARE values obtained from back calculations using whole data points and predictions using 8 experimental data points. This means that instead of measuring the solute solubility in a large number of solvent compositions and temperatures, one may employ a smaller number of data points to reproduce the solubility in mixed solvents at different temperatures. Since there is a linear relationship between ln x and 1/T throughout the entire solvent composition, one can use the interpolated values of ln x 1,T , ln x 2,T and ln x 3,T instead of real experimental values. Using this method, the following equations were obtained for the oxolinic acid data in waterϩethanol mixtures: (7) and for oxolinic acid in ethanolϩethyl acetate: (8) It should be noted that these equations are useful for drug formulation and to predict drug solubility at physiological temperature because many sparingly soluble drugs show linear van't Hoff plots 18) at this temperature range. Using Eqs. 7 and 8, there is no need to measure the solubility in pure solvents at other temperatures in order to predict the solubility in the mixed solvent system. The ARE value for the predicted solubilities of oxolinic acid, which were not used to obtain the model in waterϩethanol and ethanolϩethyl acetate were 14 and 3%, respectively. This means that it is possible to predict the drug solubility at different f 1 and T values employing just 8 experimental data points collected from 2 cosolvent concentrations (the best f 1 are 0.33 and 0.66) and the pure solvents at 2 different, preferably the lowest and the highest, temperatures. Figure 1 shows the calculated curves using Eqs. 7 and 8. The model gives excellent results in ethanol-ethyl acetate (left curve), and the errors are larger near the maximum in ethanol-water (right curve). However, these errors are acceptable for practical application taking into account the advantages of using a small number of experiments.
In conclusion, it has been shown that we can extend the applicability of the excess free energy model for calculating solute solubility in mixed solvents at various temperatures using a single equation. Because of the lack of theoretical knowledge on solute-solvent and solvent-solvent interactions, these terms should be estimated using experimental data. The possibility of estimation of these terms using solubility data at two temperatures and predicting solubility at other temperatures using interpolation technique is shown here. The mean ARE is around ((14ϩ2)/2) 8%. For compounds showing low solubility, an estimation method can be considered accurate if solubility predictions are, on the average, within Ϯ30% of the experimental values. 20) Therefore, this approach provides a rational drug formulation strategy rather than a trial and error approach when the optimisation of the cosolvent concentration at different temperatures is required. This is important in pharmaceutics because it saves experiments that are often expensive and time consuming. These computations are also applicable to re-crystallisation processes of drug/chemical compounds. The model employs the total solubility and does not differenciate the contribution from ionized and non-ionized species. For sparingly soluble drugs in solvent mixtures, the cosolvent effect on the nonionized species seems to be dominant as shown from the initial solubility increase as the cosolvent is added to water. 
